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INTBODUCTION
The purpose of the investigation was to prepare
several 1 -substituted-3 -hydroxyureas and measure the
stability constants of any metal complexes they formed.
A few of the complexes would be examined in detail to
determine the coordination site, or sites, in the sub
stituted hydroxyurea molecule. Finally, the synthesized
compounds were to be sent to the Cancer Chemotherapy
National Service Center to be tested for their anti
leukemic activity to determine if a correlation between
stability constants and activity existed.

1
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HISTORICAL
Hydroxyurea (HU) was first prepared by Dresler and
Stein1 in 1869 reacting hydroxylammonium nitrate with
potassium cyanate in an aqueous solution.
H0NH3+ + 0CN“

^ C H 4N202

(hydroxyurea)

They reported that the new compound showed reducing proper
ties that were characteristic of hydroxylamine.

Both

silver nitrate and mercurous oxide were reduced by an
aqueous solution of the compound to give the free metals
and an “ammonia like11 gas. They also mentioned that HU
formed a deep blue complex with ferric chloride, and that
the color faded slowly upon standing.
Francesconi and Parrozzani3 later showed that two
isomers of HU were formed when the reaction used by Dresler
and Stein was employed. One form melted at 130° and the
other at 72°. The authors suggested that the two compounds
were geometrical isomers.
H0-C-NHs
anti form
m.p. 72°

syn form
m.p. 130 °

In 1927, Hurd and Spence3 found that HU did not under
go a Lossen rearrangement to isocyanate and concluded that
the structure should be:
H0-C-NH0H
II
NH
The problem of structure was finally solved using
infrared spectrophotometry by Runti and Deghenghi4 and
later confirmed by Kofod6 and was found to be the following:

2
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3
-NHOH

m.p. 1^ 0 °

(I)

m.p. 72 °
(II)

The higher melting isomer showed an absorption in its
infrared spectrum at 2800 cm” 1 which was absent for the
lower melting isomer. This absorption was attributed to
the N-OH (hydrogen-bonded) group present in structure (I)
and not in (II).

Exner® produced chemical evidence of

the structure of hydroxyurea (I) and isohydroxyurea (II)
by their reaction with benzoic anhydride. The higher melt
ing isomer was readily oxidized to give gaseous products,
but (II) was not oxidized under the same conditions.
A potentiometric titration of an aqueous solution of
HU showed it to be weakly acidic with a pK& = 10.6 . 7

If

the solution was allowed to stand at room temperature for
5 hr at pH = 10.6 and then titrated with standard hydro
chloric acid, some decomposition of the HU was observed.
An acid titration of HU in aqueous solution showed that
it had no detectable basic properties. Isohydroxyurea
(pK& = 2 .3 ) exhibited only weakly basic properties. Kofod7
compared titration curves of HU and methoxyurea under the
same conditions, and concluded that the acidic character
of the former was due to the -NHOH portion of the molecule
which was not present in the latter. Methoxyurea has only
weakly acidic properties.
The stabilities of HU and isohydroxyurea to heat as
well as pH extremes were studied by Kofod.® He concluded
that the lower melting isomer was the less stable of the
two. An alkaline aqueous solution, or neutral solution
of isohydroxyurea when heated to 100 ° was rapidly converted
to the higher melting isomer.

The decomposition of HU at ^
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100 ° was slower in neutral solution than in acidic and

alkaline solutions, and gave products which Kofod was
unable to identify using paper-partition chromatography.
An aqueous solution (1$) of HU was heated to 100° and
after 20 hr of heating, the HU spot was still discernible
using paper-partition chromatography.
Evidence is also available that HU is not stable to
oxidating agents such as hydrogen peroxide. Fishbein,
Winter, and Davidson8 reported that 85% of the HU in a
neutral aqueous solution was oxidized after 30 mln by
8 x 10“1M hydrogen peroxide.

They also reported no decom

position of HU after standing for 30 min at pH = 1^ or
at pH = 1 for 180 min.
Boyland and Nery10 examined the stability of HU in
acidic, neutral, and.basic solutions and found decomposi
tion to take place at all the pH’s studied.

The rate of

the decomposition reaction was found to be first order and
the following products were proposed.
0
NH 3-C-NHOH
*-H0CN + NHs0H
The t^yg’s
first-order rate constants for the decompo
sition in aqueous solution at different pH’s at 25° were
given.

pH

Decomposition of HU
k(sec“ l)

0 .8
7.5
12.8

l.b x lb"6
1.5 * 10"6
9.6 x 10"5

H/Z
137 hr
128 hr
2 hr

To determine the concentration of HU in the rate study
sodium amminoprusside, Na3[Fe(CH)sHH 3] was reacted with HU,
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and the concentration of the resulting complex was
determined speetrophotometrically.

The complex

Na3 (Pe(CN)BCH4N ab^) had an absorption maximum,
3,800.

m =

The absorbance of the complex measured at ^65 m #

decreased with time.
1.0

©

O
C
2 0.5
u
o
CO

<

20

10
Time (min)

In I96311 HD was found very active against mouse
leukemia L1210 in a routine Cancer Chemotherapy National
Service Center screening test. When patients with
myelogenous leukemia were placed on HD therapy, acetohydroxamic acid was identified in their blood.

It was

then proposed12 that the drug was hydrolized producing
hydroxylamine which then cleaved thioesters, such as
acetyl-coenzyme A.
NHs-jJ-NHOH + 2H20 -- ^-NH20H + NH4+ + HC0S"
0
NH20H + CH3-C-S-C0A
0

^CHs-^-NHOH + HS-CoA
0

A second theory13 suggested that hydroxyurea caused
fragmentation of isolated DNA and induced chromosomal
abnormalities In mammalian cells.

The mechanism proposed
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6
was as follows:

hydroxyurea
2(H0N=)

(oxidation)
■5*-nitroxyl radical (HON=)
5*-hyponitrous acid (HON=NOH)

Hyponitrous acid, like hydroxylamine and other related
compounds, causes cleavage of the main chain of cellular
DNA.
A series of related compounds14 were studied and It
was found that the essential structural requirement for
activity seemed to he the (-CONHOH) hydroxamic acid group.
HU was the most active hut dihydroxyurea and hydroxyurethane
showed some activity.
0
honh-

Li-NHOH
nhoh

dihydroxyurea

0
II
h o n h -c -o -c 3h s
hydroxyurethane
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EXPERIMENTAL
All of the infrared spectra were obtained on a
Beckman IR-8 Recording Spectrophotometer using a nujol
mull. The absorbance measurements and spectra in the
region 200-1000 m// were determined on a Cary-1^ Recording
Spectrophotometer using 1 cm quartz cells. A Varian A-60
Proton Magnetic Resonance Spectrometer was used in the
identification of the synthesized compounds. Deuterated
dimethyl sulfoxide, with tetramethyl silane as an internal
standard, was employed as a solvent for all of the com
pounds.

A Sargent pH-Stat was used to examine the decom

position rate at basic pH’s. Melting points were taken
in capillary tubes in a stirred silicone oil bath and were
corrected. The elemental analyses were determined by
Galbriath Laboratories, Inc., Knoxville, Tennessee. Water
used for all of the experiments was distilled and deionized
by passing it first through Dowex 50W (H+ form) and then
through IRA-4-00 (0H“ form) ion exchange resins.

Metal

perchlorate solutions were standardized by passing 4 ml
of the solution through IR-120 (H+ form) cation exchange
resin and then titrating the perchloric acid that formed
with standard sodium hydroxide to a phenolphthalein end
point.
The potentiometric titrations were performed using a
Beckman Research pH Meter. The titration cell was a 175
ml beaker sealed inside a 400 ml beaker, which served as
a water jacket.

For the titrations at 25°» the water was

kept within t 0.1° of this temperature by a constant
temperature bath. For the titrations at 0.8°, ice water
from a large Dewar flask was pumped through the water
jacket holding the temperature in the cell at 0.8° t 0.1°
as long as an adequate supply of ice was present in the
7
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Dewar,

The titration vessel was purged with nitrogen gas

before and during the titrations.

The thermometer used

was graduated to the tenth of a degree and standardized
against a National Bureau of Standards thermometer.
The conductometric titrations were performed using
a dip type cell and a Serfass Conductance Bridge Hodel
RC-M15• Titrations at 25° were performed in water and
absolute ethyl alcohol, using the constant temperature
apparatus described above.
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Preparation of Compounds
TABLE I

j

RNH-CO-NHOH

%A

%A

%A

Procedure

m.t>.

Yield

%
Formula

Carbon

Hydrogen

Nitrogen

o-anisyl18

I

171-173°

29a

CgHj. oNgOa

o-tolyl18

I

146-147°

43b

C8HloN 80a

5.53
5.5^
6.07
6.00

15.38
15.11
1 6 .8 6
17.00

m-ohlorophenyl18

II

134-136°

46b

C7H7N a0aCl

hydrogen17

III

140-142°

28

CH*Na0a

IV

12 5-1 2 6

43b

CgHaN a0 a

3.78
3.90
5.30
5.37
7.75
7.90

1 5 .0 1
15.1^
36.84
36.56

ethyl18
n-propyl

IV

128-129°

31b

C4H10NaOa

n-butyl19

IV

123-125°

15°

C8HiaNa0a

52.74
52.5**
57.82
57.67
45.06
45.04
15.80
15.9^
34.61 1
34.61
4 0 .6 7
4 0 .6 7
45.44
^5.29

cyclohexyl19

IV

116-118°

6a

C7H1*Na0a

R-Substituent

53.1**
53.10

8.53
8.60
9.15
9.13
8.92
8.81

26.91
26.99
23.71
23.72
21.20
21.08
17.71
17.55

Recrystallization solvents: a, chloroform: b, 1,2 dichloroethane; c, benzene.
^ h e top number is the per cent calculated for the element; the bottom number
is the per cent found.

10
General procedures for the preparation of substituted
hydroxyureas
Procedure I
To a 40 ml solution containing 1 3 .9 g (0.20 mole) of
NH30E*HC1 was added a 25 ml solution containing 8.0 g
(0.20 mole) of NaOE. The resulting solution was placed
in an ice hath and stirred vigorously while 0 .2 0 mole of
the appropriate isocyanate was added dropwise over a
period of 15 min.

While stirring for 45 min, a white

precipitate formed which was filtered from the solution.
The precipitate was then recrystallized from the appro
priate solvent (see Table I) to give the substituted
hydroxyurea.
Procedure II
To a 40 ml solution containing 13.9 g (0.20 mole)
of hydroxylamlne hydrochloride was added a 25 ml solution
containing 8.0 g (0.20 mole) NaOH. To the resulting solu
tion was added 100 ml of diethyl ether. The solution was
placed in an ice bath while 0 .2 0 mole of an appropriate
isocyanate was added dropwise over a period of 15 min.
While stirring for 45 min, a white precipitate formed which
was filtered from the ether-water mixture. The precipitate
was recrystallized from the appropriate solvent to give
the substituted hydroxyurea.
Procedure III
To a solution of 41.6 g (0.60 mole) of hydroxylamine
hydrochloride, and 40.0 g (1.00 mole) of NaOH in 150 ml
of Ha0 , was added 44.52 g (0 .5 0 mole) of ethyl carbamate.
After 3 days at room temperature, the solution was cooled
in an ice bath and carefully neutralized with concentrated

Reproduced with permission of the copyright owner. Further reproduction prohibited without permission.

11
HC1. The solution was then evaporated to dryness under
reduced pressure as rapidly as possible at a temperature
not above 50-60°. The residue was then recrystallized
twice from absolute ethyl alcohol to give 13.1 g (28$) of
hydroxyurea. The melting point was 140-142° (dec).
Procedure IV
To hydroxylamine hydrochloride, 27.8 g (0.40 mole),
in 40 ml of solution was added 50 ml of a solution con
taining 16.0 g (0.4C mole) of NaOH. -The resulting solu
tion was then placed in a 500 ml flask and 100 ml of
diethyl ether was added. The appropriate isocyanate
(0740 mole) was added dropwise with vigorous stirring
over a period of 15 min. After”45 min of stirring in an
ice bath, the aqueous layer was evaporated to dryness at
reduced pressure (25- 35 °)* and the saline residue was
washed with acetone. The acetone solution was then evap
orated -to dryness, producing a material which was then
recrystallized from the appropriate solvent to yield the
substituted hydroxyurea.
Preparation of complexes
Iron(III) Chloride-EHU Complex
Twenty-five ml of a solution containing 2.018 g of
FeCl3#6H20 was added to an equal volume of a 3*3 ^ 10“iM solution of 1-ethyl-3-hydroxyurea (EHU), and the solvent
was quickly evaporated off at reduced pressure (20- 25 °).
The resulting oil was dissolved in ethyl acetate and a
white residue was filtered off. The ethyl acetate was
then evaporated off at reduced pressure to produce -a,
dark green oil which was washed once with anhydrous ether.
An infrared spectrum was immediately recorded.
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12
Iron(III) Chior1de-HU Complex
When 25 ml of a 7 .0 6 x 10"2M solution of FeCl3»6H30
was added to an equal volume of an alcoholic solution of
7.06 x 10”3M HU, a blue solution resulted. Immediately
after mixing, the solvent was evaporated off at reduced
pressure at room temperature to reveal a dark blue oil.
The complex was taken up with approximately 2 ml of abso
lute alcohol, the residue was filtered off, and the
alcohol-complex solution was evaporated to an oil at
reduced pressure (20-25°). This procedure, when carried
out twice, produced a dark green oil which was relatively
free of unreacted HU. An infrared spectrum was immediately
determined.
Copper(II) Perchlorate-HU Complex
When 25 ml of an absolute alcohol solution containing
2.97 g of Cu(C104)2»6H20 was added to an alcohol solution
of HU, 0.62 g in 25 ml of solvent, an olive green pre
cipitate appeared. The precipitate was filtered off and
washed twice with 20 ml of absolute ethanol to yield about
1 g of bis(hydroxyurea)copper(II) perchlorate, Cu(HU)3(C104)3.
Calculated % C = 5 .81, % H = 1.9^, % N = 13*53* found % C =
6.11, % H = 2.1k, % N = 1^.1 9 .
Preparation of deuterated compounds
Deuterated EHU
About 0.01 g of EHU was dissolved in 1.0 ml of deuteroethanol (98^ C3H 50D in D30) and allowed to stand 1 hr.

The

solvent was evaporated off at reduced pressure (20-25°) to
produce EHU-(D3). An infrared spectrum was immediately
determined.
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Deuterated HU
About 0.01 g of HU was dissolved in 2.5 ml of
deuteroethanol and the solution was allowed to stand
for 30 min. The solvent was evaporated off at reduced
pressure at room temperature to produce HU-(D4). An
infrared spectrum was determined of the compound.
Deuterated Iron(III) Chloride-EHU Complex
To a 0.5 ml deuteroethanol solution of PeCl3»6H30
(1 x 10“ 3 mole in 0.5 ml) was added 1 x 10"3 mole of
EHU in 0.3 ml of deuteroethanol. The solvent was immed
iately evaporated off at reduced pressure to produce an
oil, which was taken up in 1 ml of anhydrous ethyl ace
tate.

The residue was filtered off and the ethyl acetate

solution was evaporated to a dark green oil at reduced
pressure (20-25°). The complex was dissolved in 0.5 ml
of deuteroethanol and allowed to stand for 15 min before
removing the solvent at reduced pressure (20- 25 °) and
determing an infrared spectrum on the resulting oil.
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General Procedures
Reactions between EHU and various metal Ions
/

To 0.5 ml of 1 x 10”

solutions of the following

metal perchlorates, Mn++, Sr**, V0++, Nl++, Cu++, Zn++,
Co**, Cr***, Mg**, and Fe*** was added 5 ml of a 1 x 10"3M
aqueous solution of EHU. After noting the color change,
about 5 ml of a pH = 8.00 sodium phosphate buffer was
added to each solution.
Gaseous products of the reaction between iron(III)
chloride and EHU
Fifteen ml of an aqueous solution containing
0.7662 g of EHU was added to an equal volume of FeCl3 #6Ha0
(2.0557 g) in H20. The gas that evolved from the blue
solution was bubbled through 10 ml of cold (0-5°) diethyl
ether using a gas dispersion tube.

Five minutes after

mixing, the reaction vessel was heated to 50 ° for 10 min,
producing a nearly colorless solution.

An infrared

spectrum of the ether solution was determined using 0.1
mm NaCl cavity cells.
Analysis of lron(III)-HU solution for iron(II)
Fifty ml of 2 x 10"3M aqueous solutions of HU and
FeCl3 were purged with nitrogen gas 0.5 hr before mix
ing 25 ml of each in a nitrogen filled 50 ml volumetric
flask.

The flask was sealed and allowed to stand at

room temperature for 2 weeks after which it was examined
for the concentration of iron(II) ion. To 2 ml of the
reaction solution was added 10 ml of a 0.1# 1,10phenantholine solution, and the resulting red solution
was allowed to stand for 30 min.

The concentration of

[Fe(o-phen)3**],
- 1»1 * 10* 1/mole-cm, was then
measured spectrophotometrically.
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Potentiometrlc titrations
Base Titrations
Fifty ml of freshly prepared aqueous solutions
(1 x 10”2M) of HU and EHU were titrated with 0.0985N
NaOH at 25° and 0.8°.

The pH meter was standardized

at pH’s of 10.1*0 and 11.00 at 25°, and at 10.18 and
10.78 at 0.8° with a NaHC03 buffer. A computer program20
was used to calculate the average pKa
s> and standard
deviation from the measured pH values and the volume of
titrant added.
Decomposition at Basic pH’s
Eight-25 ml portions of a freshly prepared aqueous
solution of EHU (1 x 10"2M) were examined for decomposi
tion at 25° and 0.8° at pH’s of 10.0, 10.5* 11.0, and
11.5 using a pH-Stat. The instrument was standardized
at the same pH’s as were used for the base titration
standardization. Sodium hydroxide (0.0985N) was the
titrant.
Acid Titrations
Fifty ml of a freshly prepared aqueous solution of
EHU (1 x 10”3M) was titrated with 0.0912N HC1 at 25°.
the pH meter was standardized at pH’s of l*.00 and 7*00
with Sargent buffers. The average pK_
and standard
CL
deviation were calculated with a computer program similar
to the one described for the base titrations.
Spectrophotometrlc methods
pK_ of 1-(o-anisyl)-3-hydroxyurea
Si

^

Ultraviolet spectra (200-1*00 m#) were determined for
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a 1 x 10" 4M aqueous solution of l-( o-anisyl)-3-hydroxyurea
at pH*s of 1, 6, and 13. The pH was adjusted by adding
small amounts of concentrated HC1 or 1.0N NaOH to 25 ml
of the stock solution immediately before obtaining the
spectra.
Continuous Variation Method Applied to the Iron(III)-HU
Complex in Water
Aqueous solutions (250 ml) of 2 x 10"aM FeCl3 and HU
were prepared and proper amounts of each were added to
ten- 25 ml volumetric flasks to give the following mole
fractions of ligand: 0,08, 0.20, 0.28, 0.^0, 0.^8, 0 .52 ,
0.60, 0.72, 0.80, and 0.92. The solutions were mixed
immediately prior to determining the absorbance at 560 m//.
See figure 1.
Stability of Iron(III)-HU and SHU Complexes in Ethanol
Absolute ethanol solutions (1.2 x 10"?M-) of HU, EHU,
and FeCls•6Ha0 were mixed such that the ligand to metal
ratio in each solution was 1:1. The absorbances of the
Fe-EHU and Fe-HU complexes as a function of time were
recorded at 610 m ^ a n d 595 &// respectively (figure 2).
To eight-25 ml volumetric flasks were added 1 x 10“3M
alcoholic solutions of FeCl3 #6H 30 and EHU such that the
following mole fractions of ligand were produced: 0.0^,
0.08, 0.12, 0.16, 0.8^, 0.88, 0.92, O.9 6 . Each solution
was mixed immediately before recording the absorbance at
610 m//.

A second reading of the absorbance was taken

1.5 hr later.

See figure 3*

Iron(III)-EHU Complex in Ethanol
Continuous variation method
To sixteen-25 ml volumetric flasks were added
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appropriate amounts of 1 x 10"3M absolute ethanol solu
tions of EHU and FeCl3 «6Ha0 such that the following
mole fractions of ligand, 0.04, 0.08, 0 .1 2 , 0 .1 6 , 0 .20 , 0.28,
0.40, 0.48, 0 .52 , 0 .60 , 0 .7 2 , 0.80, 0.84, 0 .8 8 , and 0 .9 2
were produced. Each solution was prepared Just prior to
the measurement of the absorbance at 610 my. See figure 4.
Molar ratio method
To twelve-25 ml volumetric flasks was added an
appropriate amount of a 5 x 10“3M alcoholic solution of
EHU and enough absolute ethanol to bring the total volume
to 22 ml. Just prior to the absorbance measurement at
610 my, 3 ml of a standard FeCl3 *6Ha0 absolute alcohol
solution was added such that the iron(III) concentration
in each flask was 6 x 10"4M.

The ratios of EHU to

iron(III) in the flasks were 0, 0.13, 0.25, 0.37* 0.50,
1.00, 2.00, 3.00, 4.00, 5*00, 6.00, and: 8.00. A plot ofabsorbance versus the molar ratio of ligand was made
(figure 5 ).
Conductometric titrations
An aqueous solution (100 ml) of 7*2 x 10”4M FeCl3
was titrated with a 1.02 x 10”8M EHU solution at 25°.
The bridge current was supplied at 60 cycles/sec.
One hundred ml of a 5 x 10"3M EHU absolute ethanol
solution was titrated with a 1.88 x 10"2M alcoholic solu
tion of FeCl3 *6H20 at 25°. The frequency of the bridge
current was 1000 cycles/sec. See figure 7(A).
An alcoholic solution of 1 x 10"3M EHU (75 ml) was
titrated with a 1 x 10"3M alcoholic solution of FeCl3 *6Ha0
at 25°•

The bridge current was supplied at 1000 cycles/sec.

See figure 7(B).

Reproduced with permission of the copyright owner. Further reproduction prohibited without permission.

Iron(III)-HU Complex in Ethanol
To twelve-2$ ml volumetric flasks was added an
appropriate amount of a 5*45 x 10”3M absolute alcohol
solution of HU and enough ethanol to bring the total
volume to 22 ml. Just prior to the absorbance measure
ment of each solution at 600 m#, 3 El of a 5 x 10"3M
alcoholic solution of FeCla^HaO was added. The follow
ing ratios of HU to iron(III) were produced: 0, 0.13,
0.25, 0.37, 0 .5 0 , 1.00, 2.00, 3.00, 4.00, 5.00, 6.00,
and 8.00. Figure 8 is a plot of absorbance versus the
molar ratio of ligand.
Copper(II)-EHU Complex
Continuous variation method in ethanol
To fourteen-25 ml volumetric flasks were added
amounts of 8 .7 8 x 10“3M alcoholic solutions of EHU and
Cu(C104)3*6H20 such that the following mole fractions of
ligand, 0, 0.04, 0.12, 0.20, 0.28, 0.40, 0.48, 0 .5 2 ,
0.60, 0.72, 0.80, 0.88, 0 .9 6 , and 1.00 were produced.

The

absorbance measurements were made at 376 m/y immediately,
1.5 hr, and 20 hr after mixing the ligand and metal
solutions. See figure 9 .
Conductometric titration in water
One hundred ml of a 1.07 x 10"3M aqueous solution of
Cu(C104)2 was titrated with 1.02 x 10“SM EHU at 25°
(figure 10). The frequency of the bridge current was
60 cycles/sec.
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RESULTS AND DISCUSSION
The Potentiometric Method
If the hydroxyureas complexed with metal ions such
that the pH of the solution would he altered as the
result of coordination, the stability constant of the
complex could be determined by a potentiometric titra
tion.

For example, suppose the following reaction takes

place
M+ + LH

+ H+

By measuring the amount of H+ released and having a
knowledge of the vS.a of the ligand, LH, and the amount
+
of metal ion, M , originally put into the system, it is
"

possible to measure the over all formation constant Kf .
_ (ML)(H+ )
Kf

(M+ )(LH)

To calculate the absolute stability constant of the
complex formed, the acid and/or basic properties of the
ligand must be measured.
LH -c— -^H* + L“
(H+ )(L~)
Ka

=

(L“ )

(LH)

(HL)

19
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(ML)
(M+ )(L~)

K st

where
K - the acid dissociation constant
a
Kgt = absolute stability constant
Acidic pKQ
Of the synthesized compounds, only the “aliphaticsubstituted" hydroxyureas have sufficient water solu
bility to use potentiometric titrations to determine
the acidic and basic properties accurately.31

To

decide if this method would produce acceptable values
of the pKa *s, EHU was chosen as a representative com
pound for the titrations.
Substituted hydroxyureas have one acidic proton
and at least one basic site.

R-N-C-N-OH

basic
To evaluate the pK& associated with the acidic site,
an aqueous solution of EHU was titrated with sodium
hydroxide.

A computer program20 was then used to cal

culate the pK from the measured pH values and volume
of titrant added. The program was constructed so that
a value for the pK& was calculated for each point on
the titration curve. The average pK_ and the standard
deviation were then calculated from these values.
Examination of the data for the base titration of EHU
at 25° revealed a downward trend in the pKEL *s calculated
for each point in the titration (see appendix).

Ideally
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these values should have a random distribution to pro
duce an acceptable average value of the pK& . The standard
deviation produced was 0.17, which was considerably above
the acceptable maximum value of 0 .0 6 for this method.31
Decomposition of the sample during the titration to products
with pKa *s lower than that of EHU could explain the trend
observed in the calculated pK& *s. Decomposition under basic
conditions has been previously noted.8*10
In order to examine the decomposition rate at basic
pH*s, a Sargent pH-Stat was used.

A plot of volume of base

added versus time at pH = 11.5 was linear for 7 min, after
which time titrant was no longer added. The same experi
ment performed at 0.8° using the same EHU solution required
56 min for the addition of base to cease.

It was apparent

that decomposition of EHU was taking place and that the
rate was about 8 times greater at 25° than at 0.8°. A value
for the rate constant from this data would be impossible
to obtain without knowledge of the acidic and/or basic
properties of the decomposition products.

Furthermore,

it was learned that as the pH was increased from 10.0 to
11.5* the time required for complete decomposition decreased.
To examine the effects of the lower temperature on
the calculated pK_,
cl a freshly prepared aqueous solution of
EHU was titrated with standard sodium hydroxide at 0.8°.
It was apparent from the calculated pKa values that a signi
ficant amount of decomposition was still taking place (see
appendix). A solution of EHU, which was allowed to stand
for several days at room temperature before running on the
pH-Stat at 0.8° showed no uptake of base. However, the
same solution produced a blue complex when aqueous iron(III)
chloride was added, indicating that some EHU was present.
Base titrations of the other "aliphatic-substituted"
hydroxyureas indicated from the Targe standard deviation
values that decomposition was taking place.
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Basic pKQ
A plot of pH versus volume of hydrochloric acid
added for water alone and then for a i r 10”3M solution
of EHU, showed the two curves to be nearly coincident,
suggesting that the compound has only very weakly basic
properties.
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Speetrophotometrib Methods
•pKa determination
An ultraviolet spectrum of l-(o-anisyl)-3hydroxyurea in aqueous solution showed several absorp
tion bands. If one of the absorptions could be
attributed to the electronic transitions associated
with the carbonyl group, the pK_£L of the compound could
be determined. By varying the pH and measuring the
absorbance due the carbonyl chromophore in the unprotonated
and the protonated forms of the acid, the dissociation
constant can be calculated. However, no change in any
of the absorption bands of the substituted hydroxyureas
was observed at pH extremes of 1 and 13, which would be
necessary for the pK_
8> calculation. Furthermore, when
the ultraviolet spectrum of EHU was determined, no absor
bance was observedTin the region 200-^00 m//. It was then
concluded that the absorptions in the ultraviolet region
for 1-(o-an!syl)-3-hydroxyurea were due to chromophores
in the molecule other than the hydroxyurea portion of
the compound.
Iron(III) chloride complex of HU and EHU
At this point it appeared that it would be difficult
to get a good value for the pKSi*s of the substituted
hydroxyureas, so the effort was shifted to finding out more
about the reactions between them and certain metal ions.
When an aqueous solution of EHU was added to solu
tions of the following metal perchlorates, manganese(II),
strontium(II), vanadyl, nickel(II), copper(II), zinc(II),
cobalt(II), chromium(III), and magnesium(II), such that
the ligand-to-metal ratio was 1:1, no color change was
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noted even when the pH was increased from pH = 2-h to
pH = 8.

However, the reaction between EHU and iron(III)

perchlorate produced a very intense bine solution which
upon standing, rapidly faded to a nearly colorless solu
tion with the evolution of gas.

A similar color was

produced when iron(III) chloride was added to a solution
of HU, but the color did not fade as rapidly upon stand
ing as in the previous case.

When aqueous solutions of

each of the other substituted hydroxyureas were mixed with
aqueous iron(III) chloride, the blue color that was
initially formed faded to a nearly colorless solution in
a matter of minutes.
The gases evolved from the reaction between iron(III)
chloride and EHU were dissolved in diethyl ether and
showed absorptions in the infrared region at 2335 cm”1,
2280 cm"1, 2220 cm”1, and 665 cm”1. The first is the
asymmetric stretching mode and the last is a rocking mode
of carbon dioxide.

The absorptions at 2280 cm” 1 and

2220 cm” 1 correspond to the isocyanate stretching vibration

of ethyl isocyanate and the N=N stretching mode of nitrous
oxide respectively.

It appears that the hydroxyureas

are involved in an oxidation-reduction reaction, producing
nitrous oxide and reducing the metal ion.
When a 1:1 iron(III) chloride-HU solution was allowed
to stand for 2 weeks, it was found that 72 ^ of the
iron(III) had been reduced to iron(II) by hydroxyurea.
Iron(III)-HU complex in water
The iron(III)-HU system appeared- to exhibit enough
stability in water that it was possible to determine the
ligand-to-metal ratio of the complex using the con
tinuous variation method.22 If the sum, C^, of the
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total analytical concentration of the completing agent,
CL , and the metal ion concentration, CM , is held con
stant and only their ratio varied, then

A plot of the absorbance of the solution versus
the mole fraction of ligand shows a maximum.

If the

extreme linear portions are extrapolated until they
cross, the mole fraction at the point of intersection
gives the formula of the complex.

* °-3 o
5
6
u 0.2
o
CO
p
<
-

0.1

-

0

0.5
X

1.0

Fig. 1. Continuous variation plot of
iron(III)-HU complex in water. X = CL/CT .
The plot obtained for the iron(III)-HU complex
suggested that the ligand-to-metal ratio in the com
plex was 1:1. Such a plot for any of the other watersoluble "alphati c-substituted" hydroxyureas would have
been impossible due to the rapid drop in absorbance
after formation of the complex.

Reproduced with permission o f the copyright owner. Further reproduction prohibited without permission.

Stability of iron(III)-HU and EHU complexes in ethanol
When a solution of iron(III) chloride hexahydrate
in absolute ethyl alcohol was added to an alcohol solu
tion of EHU so that the ratio of ligand to metal was
1:1, a blue solution was produced, the absorbance of
which was relatively constant.

-e©

o

%§0. 2
a
JO
<

20
Time (min.)
Fig. 2. Stability of iron(III)-HU and
EHU complexes in ethanol. A = Fe-EHU,
1:1, O = Fe-HU, 1:1.
The iron(III)-HU complex was found to be more re
sistant to decomposition than the iron(III)-EHU
complex.
An experiment involving the iron(III)-EHU complex
in ethanol demonstrated that when an excess of the
metal ion was present, the blue color faded at a rapid
rate.
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Fig. 3» Effect of excess iron(III) on
the stability of the iron(III)-EHU com
plex in ethanol. X = CL/CT#
If the amount of iron(III) is in large excess, the
per cent change in absorbance is greater than when the
ligand is in excess.

The same was true of HU, only the

per cent changes were not as great. When large amounts
of an alcoholic ferric chloride solution was added to
alcoholic solutions of the other substituted hydroxyureas,
the blue color which was initially formed was observed
to fade to a colorless solution with the evolution of gas
over a period of a few minutes.
Iron(III)-EHU complex in ethanol
Continuous Variation Method
A continuous variation experiment on the iron(III)-EHU
complex in absolute ethanol showed that the ligand-tometal ratio in the complex was 1:1. The absorbance was
measured immediately after mixing the solution.
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Fig. 4. Continuous variation plot of
iron(III)-EHU complex in ethanol.
o

x = cL / c T .

The intersection of the two extrapolated portions
of the plot corresponded to a mole fraction of 0.55
which is equal to a ligand to metal ratio of 1:0.82.
It can he seen that the left side of the curve bisects
the abscissa at a value of X = 0.02, but the right
side passes through the X = 1.0 point.

Since the left

side of the triangle corresponds to an excess amount of
iron(III), more rapid decomposition is taking place in
this region than in the solutions with excess ligand.
It is possible to calculate a stability constant22
of the complex using the continuous variation method, if
certain conditions are met, namely,
(1) if only one complex species is formed
(2) the only equilibrum involved in the system
is the following:
M + nL—I

n
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For a 1 :1 complex the ratio of the true absorbance to
the extrapolated absorbance is the mole fraction of
the complex actually formed.
A/A
= m
'extp
C
since
M + L — ■ — ML
and
s
= _UtL
*st
CM)(L)

WKrtJZ

______________________________ _

,

K st - (C„ - ( A / A ^ p l C l ^ - A/Ae%tp)C)
where
C = total analytical concentration of the metal
or ligand which ever is the limiting concen
tration at the point in question.
C„ = total analytical concentration of the metal,
w
= total analytical concentration of the ligand.
Kst - stability constant.
Calculation of the stability constant at mole frac
tions of EHU at 0.^8, 0.52, 0.40, 0.72 gave values of
3 .5 0 x 10 3, 2 .9 6 x 10 3, 2 .3 0 x 10 3, and 3 .O6 x 103

respectively.

The average stability constant was

2.96+0.55 z 10s or log K S u. = 3
Molar Hatio Method
The molar ratio method87 applied to the iron(III)-EHU
complex in absolute alcohol gave conclusions similar to
those observed from the continuous variation plot.
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Molar Eatlo of Ligand
Pig. 5. Molar ratio plot of iron(III)-EHU
complex in ethanol.
Calculation of the stability constant using the
same formula described earlier for the continuous vari
ation method gave values of 7 .2 0 x 10 s, 3«68 x 10 3,
2 .7 3 3: 10 3, and 2 .^ 5 x 103 for points corresponding to

molar ratios of 0 .5 0 , 1 .00 , 2 .00 , and 3*00 respectively.
The average value was ^.00^2.80 x 103 or log

= 3*60,

which was in fairly good agreement with the previous
value of 3 *^7 «
Slope Ratio Method
Since the stability constant of the complex is
small, the slope ratio method28 was used to confirm the
formula of the complex.

This method involves only solu

tions containing a large excess of metal or ligand and
is applicable when only one complex is formed.

The

first and last four solutions used for the continuous
variation method were plotted in the following manner:
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Fig. 6. Slope ratio plot of iron(III)-EHU
complex in ethanol.
The fact that the two curves do not lie on top of one
another and that curve (B) corresponding to excess
iron(III) is lower, again is evidence for more rapid
decomposition in the presence of excess lron(III). The
fact that the points do not fall exactly on the linear
plot but fDim a curve gives supporting evidence for a
weak complex being formed. Since ligand and metal are
present in large excess, the following is true for the
complex MgLg.
Slope of curve with iron(III) in excess.
A
ab
CL~ s "

L

where
A = absorbance.
CT = analytical concentration of ligand.
L
b = cell length.
a = absorptivity of the complex.
ST = slope of curve.
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Slope of curve with EHU in excess
A
ab
CM ~ H "
where
Cjj = analytical concentration of metal.
The formula of the complex can then be determined from
the ratio of the slopes.
SM

S

The ratio was found to be 1:0.84 and the absorptivity
at 610 m ^ w a s 1 .0 x 103 l/mole-cm.
Conductometric Method
In an effort to confirm that the complex formed
was 1 :1 , a conductometric titration83 was carried out
in water at 25° • However, a plot of conductance versus
volume of EHU added produced only a scattering of points.
Ideally the end point in a conductometric titration is
easily observable because of the difference in ionic
conductance of the reactants and the products. This
would cause a change in slope of the plot of conductance
versus volume of titrant added at the point where ligand
and metal ion are in the combining ratios.
A titration of EHU with iron(III) chloride hexahydrate
using absolute ethanol as a solvent also gave disappoint
ing results.
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2:1

©12
H

1:1

0

12
16
8
Volume of PeCl3 added(ml)

20

Fig. 7. Conductometric titration of EHU with
iron(III) chloride in ethanol. The ligand-tometal ratios are given.
No distinct break in curve (A) could be observed for the
region of excess EHU to a 1 :1 ratio of EHU to iron(III).
Titration (B) showed no significant change in the con
ductance at a ligand-to-metal ratio of 1 :1 .
Iron(III)-HU complex in ethanol
The molar ratio method applied to the iron(III)-HU
complex showed only a 1:1 complex being formed. The
stability constant as calculated at molar ratios of
ligand of 0 .50 , 1 .00 , 2 .00 , and 3»00 was bA6tl.63 x 103
or log Kgt = 3.65.
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Molar Batio of Ligand
Pig. 8. Molar ratio plot of iron(III)-HU complex
In ethanol.
A value of 1.2 x 10"3 1/mole-cm was obtained for the molar
extinction coefficient at 600 m// as calculated from the
stability constant.
Conner(II)-EBP complex
Continuous Variation Method
When alcoholic solutions of copper(II) perchlorate
and EHU were mixed such that the ratio of ligand-to-metal
ion concentration was 1:1 and

= $ x 10"2M, an olive-

green material immediately precipitated from the solution.
The material was not soluble in most of the common
organic solvents, but was soluble in strong acids such as
dilute hydrochloric and dilute sulfuric acid.

If the

total concentration was an order of magnitude lower, no
precipitate was observed to form in the greenish-yellow
solution.
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The continuous variation method applied to the
copper(II) perchlorate EHU system in absolute ethanol
gave disappointing results.

0.8

S
«o

ta

3 0.*

0.2

0.5
X

1.0

Pig. 9« Continuous variation plot of the
copper(II)-EHU complex in ethanol. X = C / c T .
O = immediately after mixing ligand and
metal,a = 1 .5 hr after mixing,v = 20 hr after
mixing.
Curve (O) gave a value of X = 0.65s which corresponds to
a ligand-to-metal ratio of 2:1. One and a half hr after
mixing, the ligand-to-metal ratio was about 3 :1 ; 20 hr
after mixing, X was equal to 0.55. After standing for 3
days, an olive-green flocculent precipitate formed in all
of the solutions.
An aqueous solution of copper(II) perchlorate with
a 20 fold molar excess of EHU had no absorption in the
200-1000 m// region which would be useful for any of the
spectrophotometric. methods.
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Conductometric Titration
Conductometric titration of the copper(II)-EHU
system in water at 25 ° suggested that both 1 :1 and 2 :1
complexes may be forming.
2:1
12.2
10 mho)

1:1

y\(x

o o

20
3
12
Volume of EHU added (ml)
Fig. 10. Conductometric titration of copper(II)-EHU
system in water at 25°<> The ligand-to-metal ratios
are given.
The conductance value could only be read to three signi
ficant figures, with the third figure being plotted in the
graph.

However, it does appear that in the titration at

the 1 :1 and 2 :1 ligand-to-metal ratios, a small but real
change in conductance is observed.
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Coordination Site in Complexes
If 1 -substituted-3-hydroxyureas coordinate as
monodentate ligands, four possible bonding sites are
available.
0
II
B-NH-C-NH-OH
Urea itself acts as a monodentate ligand forming weak
complexes with many metals and usually bonds through
the carbonyl oxygen, except for platinum(II) and
palladium(II) complexes34 where it bonds through one
of the nitrogen atoms. Since substituted hydroxyureas
have the basic urea structure, similar behavior might
be expected for them. Coordination through the hydroxyl
group of substituted hydroxyureas does not seem likely,
because hydroxylamine (NH2OH) forms only weak complexes
with cobalt(II) and nickel(II) and then bonds through
the nitrogen atom . 34
Molecular models showed substituted hydroxyureas
capable of forming two different chelate rings if they
coordinate as bidentate ligands.

ENH-C^

\N

M

HN

/

M

\
/
.C--- NH

0

P7/

(i)

\

(i

d

Structure (I) is probably present in the metal complexes
formed by hydroxamic acids (III).
0
II
b - c -n h - o h
(III)
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3.8
In any case coordination involving either form (I) or
(II) should cause an oxygen-hydrogen "bond to be broken.
The formation of a four-membered ring would not be
likely for steric reasons.
Infrared spectra of the complexes
If substituted hydroxyureas coordinate through
the carbonyl oxygen atom, a shift to lower wave numbers
should be observed for the stretching vibration of the
coordinated carbonyl group35 compared to that of the
uncoordinated molecule.
C=0-^M
The metal Ion withdraws electron density from the double
bond and thereby increases the single bond character of
the C=0 group.
The donor atom in hexakis(urea)iron(III) perchlorate,
(Fe(CH4N 20 )^ (C104 )3 , has been shown by Infrared absorp
tion data35 to be the carbonyl oxygen.

The stretching

vibration of the coordinated carbonyl group occurred at
1625 cm” 1 compared to 1683 cm” 1 for the uncoordinated

group. This was a shift of approximately 55 cm” 1 to
lower frequency. The N-H stretching vibration of the
coordinated urea occurred at a slightly higher frequency
than in the uncoordinated compound.
An infrared spectrum of HU in nujol produced absorp
tion bands in the 6/y region at 16 *1-0 cm” 1 and 1585 cm”1.
When HU was deuterated using deuteroethanol, the absorp
tion band at 1585 cm” 1 decreased in intensity while the
band at 16 *1-0 cm" 1 was unaffected, thereby proving the
higher frequency absorption to be the C=0 stretching
vibration. The other band, 1585 cm"1, is probably an
N-H bending mode.
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The carbonyl group In the complex bis(hydroxyurea)_
copper(II) perchlorate [Cu(HU)3] (C104 ) 3 Is a coordina
tion site.

In the complex the absorption band with

the highest frequency in the 6/y region appears at
1615 cm”1. This represents a shift of the C=0 absorp
tion band to lower energy of at least 25 cm"1. The
infrared bands at 3^20 cm" 1 and 3320 cm"1, probably
N-H stretching vibrations, are shifted to higher fre
quency in the complex (see table II).

The band due

to the hydrogen-bonded 0-H group is absent in the spec
trum of the complex.
If the ligand is coordinated through the carbonyl
group as the evidence suggests, _the hydroxyl-oxygen
atom must be the other coordination site if a fivemembered chelate ring is to be formed (I, p.37). This
could be confirmed by the absence of an 0-H stretching
vibration in the spectrum of the complex. However,
identification of the 0-H band using deuterium exchange
is difficult. Simply deuterating the ligand by dis
solving it in a suitable solvent would replace all of
the hydrogen with deuterium not just the hydroxyl proton
The fact that the absorption due to the hydrogenbonded 0-H group is not present in the complex is not
evidence for a five-membered chelate ring being formed.

E
(IV)
Since hydroxamic acids exhibit hydrogen bonding of the
type illustrated in (IV), it is likely that the same
type exists in substituted hydroxyureas. Therefore,
HU could coordinate as a monodentate ligand through
the carbonyl group and break the hydrogen bond.
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The carbonyl absorption band for EHU was assigned
using deuterium exchange and found to occur at 1625 cm”1.
In the iron(III) complex this band was observed to shift
to lower wavelength by at least 25 cm”1, indicating that
the carbonyl oxygen is the donor atom.

The disappearance

of the hydrogen-bonded 0-H group was also,evident from
the spectrum of the complex. An attempt was made to
identify the C=0 absorption band in the complex by reacting
deuterated EHU with iron(III) chloride hexahydrate in
deuteroethanol. An infrared spectrum of the resulting com
plex showed very little deuterium in the ligand. The
complex was redissolved in deuteroethanol and heated on a
steam cone for 5 min. An infrared spectrum showed that
still no exchange had taken place.
The interpretation of the infrared spectrum of the
iron(III)-HU complex is more difficult.

The absorption

with the largest frequency in the 6,//region was 1635 cm”1.
If this is the carbonyl absorption band in the complex,
then essentially no shift occurred upon complexation.
The infrared spectrum revealed that the hydrogen bonded
0-H group is absent in the complex and the N-H stretching
vibrations are shifted to higher frequencies. If the
coordination involved the nitrogen atoms, a shift to lower
frequency should be observed for the N-H stretching vibra
tions due to the electron withdrawing properties of the
metal.

Reproduced with permission of the copyright owner. Further reproduction prohibited without permission.

TABLE II
Infrared Absorption Maxima in Cm” 1
HU
3^20 m
3320 s
3250 sh
28 l 0bm
161*0 s

1585
ll*80
ll*00
1100

1625 s
1570 s

1615 s
1560 s

1635 s
1560 s

11*50 s
1360 w

11*50 m

1500 w

Fe(III)-EHU
Complex
31*00 s
3220 s
2980 m
291*0 m
2880
j m
1600 s

1090 m

1320 w
1280 w

1070 m

1375 w
1270 w
1100 m

1570 s
li*i*5 w
1380 w

1035 w

EHU

s
m
m
m

fCu(HU)ol (C10A)a
31*80 8
3*KL0 s
3200 s
3350 s
3220 m
2800 bw

975 w

Fe(III)-HU
Complex
31*60 m
3350 s
3270 sh

1090 sh

1150 m

970 w

1090 w

1355 w
1280 w

1065 m

11 1*5 m

980 w

1065 w

!

890 w

a Abbreviations* s, strong* m, medium* w, weak* sh, shoulder.
Spectrum determined In fluorolube mull.

Ultraviolet, visible, and near-Infrared spectra
An attempt was made to learn more about the envi
ronment around the iron(III) atom In the HU and EHU
complexes by examining the region 200-1000 uy/(table III).
The hexakis(urea)iron(III) perchlorate In water produced
a weak band at 810 m # which is probably a d-d band.

It

was hoped that a similar band could be identified for the
substituted hydroxyurea complexes so a comparison between
the compounds could be made.

However, the d-d absorption

bands for the complexes are obscured by a very intense
charge transfer band making it impossible to observe the
weaker bands. Usually charge transfer bands occur in the
ultraviolet region.

But if the ligand is a good reducing

agent, they can be observed at higher wavelength.26
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TABLE III
Ultraviolet, Visible, and Near-infrared Absorptions

(200-1000 m )
v

Compound

Solventa

FeCls

water
ethanol

Absorptions
260

242, 7.7 x 10 3 » 324, 4.4 x 1 0 3 ; 364, 5 .1 x 103

Fe(CH4N a0)a(C104 ) 3

water
ethanol

' 299, 1.3 x 10 3 } 8 10 , 4.0 x 10” 1
251, 6.3 X 103s 352, 2 .3 x 10 s

Fe(III)-HU complex

water
ethanol

334 j 560
307, 3.0 x 1 0 3 ; 6 00 , 1 .2 x 10 s

Fe(III)-EHU complex

water
ethanol

560

315, 2.4 x 1 0 3; 6 1 0 , 1 .0 x 103

ethanol

376

Cu(«U)a(C104 ) 8

a The samples were 1 x 10”a- 1 x 10”3M solutions in deionized distilled water
and absolute ethanol with the pure solvent as a reference.
^ The first number is the wavelength of the absorption in millimicrons
followed by the molar absorptivity.
•£-

VjO

i

SUMMABI

It has been shown that it is difficult to determine
the pK *s of 1-substitut ed-3-hydroxyureas potentiometri8>
cally because of their rapid decomposition in base. An
evaluation of the pK *s spectrophotometrically was imposSi

sible because the aliphatic-substituted compounds had no
absorption in the region 200-1000 m#. No colored complexes
were observed to form with a variety of transition and
non>-transition metals with EHU in aqueous solution.

The

compounds HU and EHU act as reducing agents in the presence
of iron(III), giving iron(II) and nitrous oxide as products.
Both HU and EHU formed a 1:1 complex in ethanol with iron(III)
which slowly decomposed. The stability constants of the
complexes were determined spectrophotometrically, and found
to be pKg£ = -3*60 and pKg^ = -3*65 for the EHU and HU com
plexes respectively. A conductometric titration suggested
that HU forms a 1:1 and 2:1 complex with copper(II) in
water. Infrared data show that the 2:1 copper(II)-EHU and
the 1:1 iron(III)-EHU complexes are coordinated through
the carbonyl oxygen atom.
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APPENDIX
The procedure used for the calculation of the
pK& from a potentiometric titration is described by
Albert and Serjeant.31 The method involved the deter
mination of the ratio of the protonated species, LH, to
the unprotonated species, L“ . This ratio was then cor
rected for the hydroxyl ion concentration at the re
corded pH and the log of this ratio was taken. Prom
this value and the experimentally determined value for
the pH, the pK_ was calculated for each point on the
titration curve using the following equation:
pKCl = pH + log(LH/L“ )
The pK_ values for each point on the curve were averaged
and the standard deviation calculated.
gram30 was used for the calculations.

A computer pro
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BASE T I T .
ASE VOL

OF EHU TEMP. 2 5 .0C
PH

VOL SOL

TOT CONC

CONC REA

CONC UNR

.180

9. 3 6 0 0

.050180

.0105 929

.0003533

.0102396

.320

9. 6 00 0

.050320

.0105634

.0006263

.009937

.690

9 .9 0 9 0

.050690

.0104863

.0013407

.0091455

.840

10.0010

.050840

.0104554

.0016274

.0088279

1.0 70

10.1120

.051070

.0104083

.0020637

.0083445

1.640

10.3070

.051640

.0102934

.0031281

.0071652

1. 8 20

10.3520

.051820

.0102576

.0034594

.0067982

2.050

10.4060

.052050

.0102123

.0038794

.0063329

2 .8 9 0

10 .5770

.052890

.0100501

.0053822

.0046679

3.140

10.6230

.053140

.0100028

.0058202

.0041825

3.910

10.7540

.053910

.0098600

.0071440

.0027159

4.190

10.7940

.054190

.0098090

.0076160

.0021929

4.660

10.8610

.054660

.0097247

.0083975

.0013271

LN OH

OH

CONC CORR

LOG CC

PKA

10 .67 59

.0000230 31 .07 70 4 00

1 .4"924 10.8524

10 .1233

.0000401

17 .0184380

1. 2 30 9 10 .83 09

-9.4118

.00008 17

7. 3 2 8 8 1 5 4

.8650

10.774

-9.1999

.0001010

5 .8 49 64 3 2

.7671

10.7681

-8.9443

.0001 304

4 .3 8 3 7 9 4 9

.6418 10 .7538

-8.4953

.0002 044

2.5 20 58 5 2

.4015 10.7085

-8.3917

.0002267

2 .1 73 05 1 9

.3370 10 .68 9

-8.2674

.0002567

1.8189913

.2598 10 .6658

-7.8736

.00 03 80 6

1.0093973

.0040 10.581
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LN OH

OH

CONC CORR

LOG CC

PKA

-7.7677

.0004231

.8533704

—.0688 10.5541

-7.4661

.0005721

.5003289

-.3007

10 .4 5 32

-7.3740

.0006273

.4035530

-.3940

10 .3 9 99

-7.2197

.0007319

.2686236

-.5708

10.2901

AVERAGE PKA = 1 0 .6 4 (

.17)
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BASE T I T .
BASE VOL

OF EHU TEMP. 0.8C
PH

VOL SOL

TOT CONC

CONC REA

CONC UNR

.2 0 0

9 .5 3 3 0 .05 02 00

.0092435

.0003864

.0088571

.420

9 .8 2 7 0 .050420

.0 09 20 32

.0008080

.00 8 3 9 5 2

.600

9. 9 8 0 0 .05 06 00

.0091705

.0011501

.0 0 8 0 2 0 3

.800

10 .0 9 2 0 .05 0800

.00 91 34 4

.0015275

.0 0 76 06 8

1 .0 05 10 .1 6 80

.051005

.0090 977

.0019112

.00 71 86 4

1 .2 60 10 .26 00

.05 1260

.00905 24

.0023843

.0066681

1. 51 0 10 .3380

.051510

.0090085

.0028435

.0 0 6 1 6 4 9

1 .7 00 10 .3 7 40

.051700

.0 08 97 54

.0031895

.0 05 78 58

1.900 10 .4 1 00

.05 1900

.0089408

.0035510

.00538 97

2.000

10 .42 20

.052000

.0 08 92 36

.0037307

.00 5 1 9 2 8

2 . 2 1 0 10 .4 6 20

.05 2210

.0 08 88 77

.0 04 10 59

.00 47 81 8

2.400

10 .50 50

.05 2400

.0088555

.0044427

.00 44 12 7

2.600

10 .5 5 0 0

.05 26 00

.0 08 82 18

.0047946

.0040271

LN OH

OH

CONC CORR

LOG CC

PKA

-12.3844

.0000041 23 .18 073 20

1.3651 10.8981

-11.7074

.0 00 00 82 10 .50 722 90

1 .0 2 1 4 10 .8484

-11.3551

.0 00 01 17

-11.0973

.0000151

5. 0 3 9 6 5 9 9

.7 0 24 10.7944

-10.9223

.00001 80

3.8053821

.5 8 03 10.7483

-10.7104

.0000223

2 .8 32 52 6 2

.4521

10.7121

-10.5308

.0000266

2.1981069

.34 20

10 .68

-10.4479

.0000290

1.8398252

. 26 47 10 .6387

-10.3650

.0000315

1.5 40 332 6

. 18 76 10 .5976

7.0 54 99 2 7

. 8 4 8 4 10 .8 2 84
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LN OH

OH

CONC CORR

LOG CC

PKA

-1 0 .3 3 7 * *

.0000323

1. 41 28 51 4

.1500 10 .5 7 2

-10.2453

.0000355

1.1835050

.0731 10.5351

-10.1463

.00003 92

1.0 11 001 8

.0047 10 .50 97

-10.0427

.0000435

.85676 84 - . 0 6 7 1 10 .4828

AVERAGE PKA = 1 0 . 6 8 (

. 13)
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